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ABSTRACT
Metal chelate formation by j3-Furfuraldoxime, a weak 
acid, was followed potentiometrically by observing a con­
tinuous change in the hydrogen ion activity using Bjerrum's 
titration technique. The titrations were performed in a 
mixed solvent of 7 5 per cent by volume dioxane-water mixed 
system. An atmosphere of nitrogen was used to avoid the 
possibility of air oxidation of the organic system as well 
as the oxidation of some of the metallic ions studied. The 
step formation constants of the metallic /3-Furfuraldoximates 
at different temperatures and various ionic strengths were 
computed through the determination of degree of formation of 
the system, n, and the measurement of the unbound ligand 
concentration.
The metals studied were Chromium (III), Iron (II), 
Cobalt (II), Nickel (II), Copper (II), Zinc (II), and Lead 
(II). The order of magnitude of the stability constants 
indicated that the anion of /3-Furfuraldoxime exerted a strong 
ligand field. Indication of this was also given by prelimi­
nary spectral studies. Therefore it was suggested tentatively
xv
that /3-Furfuraldoxime be placed in a position higher than 
ethylenediamine or o-phenanthroline in the spectrochemical 
series of ligands.
Thermodynamic formation constants were obtained by 
extrapolation to infinite dilution (zero ionic strength) in 
the mixed solvent, where the activity coefficients of the 
chemical species involved in the reaction were assumed to be 
equal to unity. Therefore it was possible to compute the 
values of the standard free energy change, standard enthalpy 
change, and standard entropy change of the chelation process. 
Standard entropy change for chelation in the case of Iron 
(II) was a large negative quantity. A number of possible 




A chelate may be defined as a compound that is formed 
when a metal ion combines with an electron donor substance 
(chelating agent) which is a neutral molecule or charged com­
pound containing two or more donor groups (ligands). In 
order to satisfy the coordination number of the central atom, 
the combination between these polyfunctional ligands and 
metals gives rise to one or more rings. In ordinary complexes 
the ligand being monofunctional, such rings are absent. Thus 
ring formation is a special characteristic of the chelate 
compounds. The ligand atom that combines with the central 
metal is generally one of the truly non-metallic elements of 
Groups V and VI, of which nitrogen, phosphorous, oxygen, and 
sulfur are typical.
Theory of Chelation
(a) Valence Bond Theory: This theory is the simplest
model for the explanation of complex ion formation. It 
assumes that covalent bonds are formed between the ligand 
orbitals and the central atom orbitals; the total number of
1
bonds formed being equal to the number of ligands. The out­
standing features of the valence bond theory are (i) the 
formation of directional bonds through the overlap of atomic 
orbitals; (ii) whenever feasible, formation of hybridized 
bonds by mixing of atomic orbitals, these give rise to new 
hybrid orbitals which are capable of forming bonds that are 
stabler than any of their progenitors. Covalent a-bonds can 
be formed through the overlap of a filled orbital of the 
ligand group with a vacant orbital of the central metal; a 
7T-bond can be formed through the overlapping of a vacant 
ligand orbital with the central metal orbital containing 
available d electrons.
(b) Molecular Orbital Theory: This theory assumes the
formation of molecular orbitals rather than simple overlap 
of the orbitals of the reactants. The configuration of the 
molecule is then obtained by introducing electrons to the 
lowest molecular orbitals. If the lower energy levels are 
occupied, then the entering electrons have to go to a higher 
excited level; such electrons are called anti-bonding elec­
trons. Bonding electrons are those that will occupy a low- 
lying energy level; the non-bonding electrons are those that 
will not participate in the molecule formation.
.......  3 .
(c) Ligand Field Theory: This theory has recently
been used by L. Orgel and others to interpret certain aspects 
of transition metal chemistry. It considers the influence of 
electrostatic fields due to the ligand, on the five d orbit­
als of a transition metal atom. If a ligand that possesses 
an electrostatic field approaches a metal ion or atom, then 
the energies of the degenerate d orbitals (in the ligand 
field-free condition) become distinguishable, and the orbitals 
lying in the direction of the ligands will acquire a higher 
energy relative to those which are present between the line 
of approach of the ligands. The strength of the electro­
static field of the ligand is influenced mainly by two factors, 
namely, the charge density of the central metal ion, and the 
nature of the ligand itself. If the approaching ligand has 
a weak electrostatic field, then the splitting of the orbital 
degeneracy is small; and if the field is a strong one then 
the splitting is large. So when a transition metal is intro­
duced into the field of octahedral symmetry, the electrons 
preferentially fill up the lower energy level first. The 
ligand field theory has been very successful in explaining 
the magnetic susceptibility and the absorption spectra of the 
complexes of the transition metals of the first long period.
Physical Chemical Evidence of Chelation
It is no longer necessary to go into a detailed dis­
cussion of proofs for the existence of the complexes and 
chelates. These are now well established chemical species 
and many of them can be isolated as pure and extremely stable 
compounds. Due to complexation and chelation, such proper­
ties as conductivity, oxidation potential, absorption spec­
trum, intensity of light absorption, and normal chemical 
reactions of hydrated ions are drastically changed thereby 
furnishing the proof of complexation or chelation. The 
evidence of chelation was produced in a most convincing 
manner by Pfeiffer, Golther, and Angern (40) by the resolu­
tion of the orthohydroxy-paramethoxy-acetophenone-bis- 
ethylenediamine Cobalt (III) compound into optically active 
isomers. Further evidence of chelation was provided by Mann 
(37) who prepared purely inorganic optically active compounds. 
Mann resolved the cis compound of bis-sulfamido-bis-aquo 
rhodium (III), cf. Figure 1, into optically active isomers.
Stability of the Chelates
The most promising and simplest approach to the study 
of the chelates is the determination of stability constants.
It should be understood that the stability constant concerns 





CIS BIS-SULFAMIDO-BIS-AQUO RHODIUM (ID )
FIGURE 1
Once such stability constants are precisely known, then under 
favorable conditions, these values may be utilized to yield 
thermodynamic quantities of chelation. However, the method 
is fraught with many difficulties. In fact it is doubtful 
whether true thermodynamic quantities of chelation can be 
determined except in very simple cases.
Two principal procedures are mainly followed in study­
ing the stability constants of the chelates. Lewis and 
Randall (34) first introduced the concept of ionic strength 
which later received theoretical justification from the 
Debye-Huckel theory. The classical approach for the evalua­
tion of thermodynamic equilibrium constants involves the 
experimental determination of the equilibrium constant in 
media of different low ionic strengths followed by an extra­
polation to zero ionic strength (infinite dilution). For 
water soluble chelates, this probably is the best approach. 
Some workers (22) have used the value of a single determina­
tion and attempted to correct this value to a thermodynamic 
equilibrium constant through the application of the Debye- 
Huckel theory. The second method was introduced by the 
Scandinavian school (4) and has been used extensively by them. 
The fundamental idea of this method is to control the activity 
coefficient by keeping the ionic strength constant, because
in dilute solutions, the activity coefficient of a given 
strong electrolyte is the same in all solutions of the same 
ionic strength (34). Rossotti and Rossotti (41) concluded 
"It would, therefore, seem better to obtain reliable values 
of the stoichiometric constants (which describe the stability 
of a species relative to the corresponding complexes with 
solvent molecules and medium ions) than less certain values 
of the thermodynamic constants (which do not give absolute 
stability either, but only stability relative to the solvated 
species)."
When the chelates are insoluble in water, they are 
frequently studied in water-organic mixed solvent systems. 
Calvin and Wilson (10) were the first to use a dioxane-water 
system to study chelate stability. Since then numerous 
workers have used mixed solvent systems. Evaluation of 
thermodynamic equilibrium constants becomes still more com­
plicated in such systems. Of the various factors which 
should be considered in such a system, most important is the 
primary medium effect. The explicit thermodynamic expression 
for primary medium effect has been derived by Irving and 
Rossotti (21). The primary medium effect is the partial 
molal free energy of transfer of the solute species at 
infinite dilution from one of the pure solvent component to 
the binary mixed solvent.
It has been shown (21) that an increase in the organic 
content of the mixed solvent causes an increase in the 
stabilities of the proton-ligand complexes containing an 0-H 
link, and a decrease in the stabilities of proton-ligand com­
plexes containing an N-H link. However it is known that an 
increase in the organic content of the mixed aqueous-organic 
solvent will result in a decrease in the dielectric constant 
of the medium, and so there will be an increase in the ionic 
interaction between a proton and a negatively charged oxygen 
atom to a larger extent than the ion-dipole interaction be­
tween the proton and the solvent. For complexes that contain 
both O-metal and N-metal bonds, it is assumed that an in­
crease in the organic content of the mixed solvent is expected 
to increase the stability of those complexes in which the 
O-metal bond is the predominant one, and to have little 
effect on the stability of complexes where N-metal bonds are 
of predominant importance.
Various Methods of Studying Stability of Chelates
(a) pH Measurements:
If the ligand is protonated then chelation will 
result in a drop of pH. So if the chelate and the reactants 
are soluble in water or a suitable solvent, then the process 
of chelation can be followed by measuring the change of pH of
the reaction system potentiometrically. The approach was 
first advocated by Bjerrum (6) and since then has become one 
of the most frequently applied and dependable methods of 
studying stability constants. This method will be discussed 
in more details later when the theoretical treatment of 
Bjerrum is considered.
(b) Ion Exchange:
Both cation and anion exchangers have been used 
to study the stability constants of complexes in solutions, 
but cation exchangers are usually more commonly used for the 
quantitative determination of formation constants of metal 
chelates. Schubert and coworkers (43, 44, 45) were among the 
first to utilize this method. The method is essentially 
based on the measurement of the partition of the uncomplexed 
ion between the resin phase and solvent phase in the presence 
and in the absence of a complexing agent. At equilibrium 
the amount of cation attached to the cation exchanger is pro­
portional to the concentration of the free ions in solution. 
It is a rapid and accurate method and needs only a very low 
concentration of the metal. Furthermore, it can be utilized 
over a wide range.of pH and temperature.
(c) Optical and Spectroscopic Methods:
Studies of the absorption spectra in the
10
visible and ultraviolet regions give useful information about 
equilibria in solution. Whenever Beer's Law is valid, 
optical density measurements may be employed to determine 
the relative concentration of chelate in solution. Here it 
is necessary that it is the only colored substance present or 
that there is no, or at least, very little interference in 
the wavelength region being used for the measurement. It 
also can be used to determine the concentration of the bound 
and unbound chelating agent or metal ions in solution.
(d) Polarography:
It is possible to apply polarographic measure­
ments to the studies of equilibria that involve chelates of 
metals (12, 35). Generally the reduction potential of a 
metal at the dropping mercury electrode is shifted towards a 
more negative value during chelate or complex formation. 
Stability constants can be computed from potential and con­
centration measurements under a certain set of conditions.
(e) Solubility:
Keefer (25, 26, 27, 28), Failey (15), and LaMer 
(33) have used the increase in the solubility of a sparingly 
soluble salt in aqueous solution containing the complexing 
or chelating anions as the basis of determination of the
stability of amino acid complexes.
(f) Reaction Kinetics:
Reaction rates have been used by Taube (50, 
51, 52) for the determination of stability constants. Com­
plex formation can be followed by the determination of the 
measurable rate of decomposition or association of the 
species involved.
(g) Electrical Conductance:
Electrical conductance measurements furnish a 
convenient method for investigating the interaction of ions 
in both aqueous and non-aqueous media (17, 31).
(h) Miscellaneous Methods:
Electrophoresis (39), biological assay (18), 
displacement reactions (1), liquid-liquid partition (32), 
freezing point, boiling point and vapor pressure measure­
ments (8), dielectric polarization measurements (47), mag­
netic susceptibility (11), calorimetry (3), ultrasonic 
absorption (5, 36), ultracentrifugation (42), dialysis and 
filtration (14, 29, 30, 49), and light scattering (13, 48) 
methods have all been used in studying the stability of 
chelates and complexes.
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Theoretical Basis and Computational Technique of 
Bjerrum Method for Determination of Successive 
Formation Constants
This particular topic has been discussed in great 
details by Sen in a recent communication (46).
(a) Relation Between Degree of Formation and Free 
Ligand Concentration:
Consider the following equilibria that corres­
pond to a step system consisting of a central group M and N 
ligands Ke
M + Ke = MKe
MKeN + Ke = M K e ^ ..................... (1)
Therefore, the step formation constants can be represented 
by the general formula
K  = cM R e n  (2)
n cMKen_1 • cKe
By definition the degree of formation of the system is
n = Average number of ligands Ke, attached per 
central group M
_ Total number of ligands Ke bound to M 
~ Total number of M present in the system
_ Total concentration of ligand Ke bound to M  ̂ _ (3j 
Total concentration of M in the system
13
n =   <4)
CM + fCMKen
It can also be shown that
N n N
5 - l" °K* ̂ .................. (5)
1 + |  CL  n Kn
N2n pn CKe
n = — i............. (6)N1 + 2 jB1 Ke
Where 2 stands for the sum of all the terms substituting for 
n all values between 1 and N, both inclusive; II stands for 
the product of all the terms substituting for n all values 
between 1 and N, as for example,
3
n Ki, - KX K2 K3 - 03
Thus it is possible to see that
» = * « W  ................   (7)
Where cKe = free ligand concentration.
It must be emphasized that if the ligand is the anion of an
14
acid like HKe, C^e denotes the concentration of free anion 
(ligand) Ke. Therefore it can be written that:
n = TCHKe ~ cKe TC» (8)'M
where TCHKe = total analytical concentration
of HKe.
TCm  = total analytical concentration
of central group M in the system.
Therefore the experimental determination of n involves only 
the determination of CKe.
(b) Derivation of General Equations:
Let us consider the case of unidentate 
ligands. To account for the non-statistical forces, Bjerrum
i
(6) introduced a spreading factor x, such that
— 52___ = (n+l?_ (N-n+1) x2 = f x2 ............ (9)
Kh + 1 n (N-n)
The spreading factor x is a constant quantity for the whole 
system and may assume any value between zero and infinity.
For obtaining greatest possible symmetry, Bjerrum 
introduced an average constant Kav so that








When n = N
^  - Kov = K ^ v ....................<12>
because Nr> = 1 and x° = 1
Thus when N = 2 and N = 3 respectively
............... (13)
Kov = Ki K2 = k1v
Kov = Kx K2 K3 = K|v
Substituting the value of 0n from Equation 11 into Equation 
6 one obtains
Sn .Ncn . KaV • xn(N"n) . c£e
 • . . . . . . .  (14)
1 + | NCn . Kgv • xn <N-n >. cRe
It can be shown that for n = the solution for the forma­
tion function is
K = 1 .   (15)Kav ^cKe
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That is, in the formation curve (n vs. -log CKe = pCKe) the
— Nvalue of pCKe corresponding to n = — is equal to log Kav. 
This corresponds to the value of pCKe at the midpoint of the 
formation curve.
The slope a of the formation curve (n vs. -lnC^e plot) is 
defined by
a - —   = -0.4343 — ^-2— .............. (16)d In CKe d p CKe
If one considers only the slope A of the midpoint 
(n = £[) of the curve, the general equation connecting a and
x becomes very simple and x may be readily calculated.
At midpoint
n = — and K = — (cf. Equation 15)2 av cKe
and
I nfn-g) Nc • xn (N-n>
A - 1 2 n.............. (17)
1 + 2 NC . x«(N-n)
1 n
For N = 1, A = 1/4  <18a>
For N = 2, A = l/(l+x)..............................(18b)
For N = 3, A = 9 +  (18c)4 (3x + 1)
Equations 18b and 18c may be rearranged to read
x = - , for N = 2  (18d)A




Thus knowing the average constant, Kav = ---. (cf. EquationcKe
15) at the midpoint (n = N/2)of a plot of n vs. -In C^g, ar*d 
the spreading factor x from Equations 17, 18d, and 18e 
relating the spreading factor x and the midpoint slope A of 
the n vs. -In C^e Pl°t, it should be possible to compute the 
values of the step constants by means of Equation 10
Thus log Ki, log K2, log K3 . . . log Kn may be directly 
read off the formation curve. It should be realized that 
the above is true only when x is large, this forms the basis 
of the graphical determination of K's. The relations so far
(N-2n+l) (10)
(c) Method of Graphical Solution:
It can be shown that log Kn is equal to pCKe
corresponding to n = n - in the plot of n vs. pCĵ e*2
Therefore,
log Ki = pCKe corresponding to n = 0.5 
log K2 = P ^ e  corresponding to n = 1.5
log K3 = pCKe corresponding to n = 2.5
log KL = pCĵ e corresponding to n = n - • • • • (19)4b
developed are for unidentate ligands. These relations are 
generally true for N = 2 and N = 3 for a symmetrical forma­
tion curve. Because of the importance of both bidentate 
organic ligands and metal coordination numbers four and six, 
the cases of N = 2 and N = 3 will now be specially considered,
The Case of N = 2
It has been shown from Equation 12 that
Kn . K-, = Kov = K2  (20)
K » ( -i-)- N ,  <21>Kav ' r„ 'n = — = 1cKe “ "2
Ki = 2Kav . x
Kav^ w___....................... (22)
2xk2 = ~ ~ E q u a t i o n  10)
The midpoint slope of the formation curve,
A = — -—  (cf. Equations 17 and 18b)1+x
and .
x = — —  (cf. Equation 18d)
Substitution of Equations 21 and 18d into Equation 22 yields
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The Case of N = 3
It has been shown that
Kl K2 K3 = Kov = k|v
(cf. Equations 12 and 15) . . . . ( 2 4 )
Kav = < ^ > n  = S = 1.5 cKe 2
Ki = 3 Kav • x2
k2 = Kav (cf* Equation 10).......... (25)
and
t, _ 1 • ^av
K3 " 3 x2
9 - 4 Ax = (cf. Equation 18e)12 A - 3
Substitution of Equations 24 and 18e into Equation 25 yields
K 1 = 3 (— ) - , n * C.-L "  2CKe n 1,5 12A “ 3
K2 = (-i-)- _ -  <26>
2 cKe n = 1*5
v - 1 ( 1  ̂ • /12A - 3s2
3 3 cKe n = 1,5 9 -
Thus it is seen that it is possible to demonstrate the method 
of graphical solution of formation constants and also their 
computation when the values of the average constant Kav and
20
the spreading factor x have been evaluated from the formation 
curve.
There is yet another method of calculating the succes­
sive formation constants from the value of n at different 
pKe and this method is known as the method of successive 
approximation. This is based on the fact that it is possible 
to write a set of N equations for a system of N steps in N 
unknowns, and it is possible to evaluate a series of primary 
constants Kn from the value of pKe at n = n - -i of the 
formation curve. These values are then substituted into the 
N equations to obtain a new set of values of formation con­




The /3-Furfur a ldoxime was obtained from the Eastman 








The salts of the metals studied, their quality and source of 
supply are as follows.
Salt Quality Source of Supply
(BeO)5.CO2.5H20 R.G. Fisher Scientific Co.
Cr(NO3)3 • 9 H20 R.G. Baker & Adamson Co.
Mn(NO3)2 Solution 50% A.R. Mallinckrodt Co.
Co(N03)2 • 6 H20 C.P. Baker Chemical Co.
Ni(N03)2 • 6 H20 R.G. Fisher Scientific Co.
Cu(N03)2 • 3 H20 A.R. Mallinckrodt Co.
Zn(N03)2 • X H2O A.R. Mallinckrodt Co.
Cd(N03)2 • 4 H20 C.P. Fisher Scientific Co.
Pb(N03)2 R.G. Baker Chemical Co.
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Nitrate solutions of the metals were 0.05M with 
respect to the metal ion and 0.0074M with respect to nitric 
acid. Berrylium nitrate solution was prepared by dissolving 
the basic carbonate in nitric acid and evaporating the excess 
acid over a steam bath and extracting with water. A one 
molar solution of reagent grade sodium nitrate was used to 
adjust the ionic strength of the medium. The Iron (II) 
solution was 0.05M with respect to the metal ion and 0.0074M 
with respect to perchloric acid; and was prepared by dis­
solving pure electrolytic iron powder in the calculated 
amount of 0.285M perchloric acid to give the above specified 
strength. The inert salt used here to adjust the ionic 
strength was 1.0M sodium perchlorate, the salt was a reagent 
grade obtained from G. F. Smith Chemical Co. Metal solutions 
were standardized by conventional procedures (55).
Solvent
The solvent used was 75 per cent by volume dioxane and 
25 per cent by volume water. P-dioxane was obtained from the 
Eastman Kodak Company and was purified (10) by refluxing for 
eight hours with a 10 per cent by weight solution of 1.0 N 
hydrochloric acid; a little activated cocoanut charcoal 
(6/14 mesh) was added to prevent bumping. It was left to 
stand over solid sodium hydroxide overnight and was shaken
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occasionally. It was then distilled quickly over sodium wire, 
and the fraction boiling at 101.5°C was collected. Distilled 
dioxane was stored and dispensed under an inert atmosphere of 
nitrogen.
Instrumental
Titrations were followed by employing a Beckman Model 
G pH meter equipped with a saturated calomel electrode (S.C.
E.) and a Beckman glass electrode (No. 40498 formerly 
1190-80). The pH meter was standardized against a pH refer­
ence buffer solution obtained from the Hartman-Leddon Company.
The titration cell was a double walled glass vessel.
A coolant could be circulated through the annular space in 
order to maintain a constant temperature of the solution in 
the vessel. The cell was designed to accommodate the hydro­
gen electrode used for the purpose of calibration of the 
glass electrode in the mixed solvent. Provision was also made 
to introduce hydrogen into the vessel (cf. Figure 2). A 
Sargent magnetic stirrer was used to stir the solution. 
Titrations were carried out under an inert atmosphere of 
nitrogen. Figure 2 is a diagramatic sketch of the titration 
assembly.
The hydrogen electrode was prepared in accordance with 
the procedure described by Bates (2). Addition to the system
o l
f/
A PH METER 
B TITRATION CELL
C POTENTIOMETER
— <—  COOLANT
FIGURE 2
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of a small amount of platinum black greatly hastened the time 
required by the hydrogen electrode to reach equilibrium (20). 
Platinum black was prepared by reduction of chloroplatinic 
acid with hydrogen (20). Ultra high purity grade hydrogen 
gas obtained from the Matheson Company, Incorporated, was 
passed first through a "Deoxo" catalytic purifier for elec­
trolytic hydrogen, and then bubbled through a 75 per cent by 
volume dioxane-water mixture in order to saturate the gas 
with solvent vapor before introducing it into the electrode 
vessel. A Leeds and Northrup student type potentiometer was 
used to measure the e.m.f. of the hydrogen electrode-S.C.E. 
combination. The electrical connections were made in such a 
way as to enable one to read either glass electrode-S.C.E. 
combination (pH meter), or hydrogen electrode-S.C.E. combina­
tion.
Glass Electrode Correction
The solution for glass electrode calibration was pre­
pared as follows: j3-Furfuraldoxime (0.5555 g.), 2.56 ml. of
0.1947 M aqueous nitric acid, and a sufficient volume of
1.0 M aqueous sodium nitrate to maintain proper ionic strength 
were taken in a final solution volume of 50 ml. The compo­
sition of the final solution was adjusted to 75 per cent by 
volume of dioxane and 25 per cent by volume of water. The
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mixture was taken in the titration vessel and the electrodes 
were now placed in the solution. The solution was then 
titrated with 0.15 M sodium hydroxide in 75 per cent dioxane. 
The nominal pHg (pH meter scale reading) and the e.m.f. of 
the hydrogen electrode-S.C.E. combination were recorded 
after each increament of sodium hydroxide solution. These 
measurements were repeated at three temperatures, and five 
ionic strengths for each temperature. The measured e.m.f. 
was corrected for junction potential and hydrogen pressure. 
The corrected e.m.f. was then converted into pH (pHj^) /* 
calibration curves were constructed by plotting these pHj^ 
against the values of nominal pHq . In the following section 
the method of applying corrections is discussed.
Pt, H2 (p atm.)lH+ (aH+)11KC1 (satd.) Hg2 Cl2 - Hg . . . .  (I)
Where Ep is the potential of the hydrogen electrode, Em is 
the measured e.m.f. of Cell I, Eg.c.E. the potential of
For the cell I
(27)







In order to convert the value of Ep to correspond to stand­
ard state, i.e., the state of unit fugacity of the gas and 
unit activity coefficient of hydrogen ion, a quantity
^  = 2.303,RT x 760  (29)
2 P PH2
should be added to Ep (2).
E = Ep + 2 , 3 0 0 5  log 2i0  (30)
p 2 P r Ph2
Substituting for Ep from Equation 27,
E = Em - Ec C E - eV + 2.303 RT lo 76® b.C.h. : 2 F ^ p
or
E = Em - (Es o E + EV) + 2 .,303_ RT log Z&O • • • • (31) s.c.e. 3 2 F y Ph^
therefore pHh ? = .....................2 2.303 RT
In the present studies a glass electrode was used in 
conjunction with a S.C.E. to measure the pH in a mixed 
solvent. Obviously such measurement did not correspond to 
the actual pH. Therefore, it was necessary to calibrate the 
glass electrode by reading the e.m.f., Em , of the cell using 
a hydrogen electrode and S.C.E. The measured e.m.f., Em , 
would contain the liquid junction potential, E™, due to the
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mixed solvent which is not equivalent to the liquid junction 
potential, EV, in aqueous medium. The following derivation 
would show that in the present experimental setup, it was not
required to evaluate the junction potential, E™, because this
term cancelled out.
Consider the cell in aqueous medium,
glass I , H20 KCl (aq.) Hg2Cl2 - Hg
p   _ 2.303 RT i nrr a j_ pWE,„_i_,„v -  - Ee n    log aH+(s)gw* EjJH+(S) gw " S.C.E.
. .(II) 
. .(33)
Consider the same cell in mixed solvent,
glass H^x) ' h2° ' or<3 KCl (aq.) Hg2Cl2 - Hg...(Ill)
^♦(x) gm “ ES.C.E. 2.303 RT n F
1  / s r r  a  i p W  •  • • (  3 4  )log aH+ (x )gm + Ej
Assuming unit fugacity and unit activity coefficient, it is 
possible to say:
From Equation 33,
2.303 RT p h (®)=
n F
E - E,gw H* (S)gw S.C.E. - Ew . . .(35)
and from Equation 34,
2.303 RT - p , p pm— ’ PHgm EH+ (x)gm “ ES.C.E. j . (36)»
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By subtracting Equation 35 from Equation 36 one gets,
2.303 RT np(*)— 2.303 RT dh (S) = e.^ , , - E„j.,„x_. -— rTi  gm — rTp  gw H+(x)gm H+ (S)gw
E^ + E Y .................... (37)J 3
or
2.303 RT „p(x ) = 2.303 RT „H (S) + E . . . - rc , . .
T " f  ym T p  gw HMxJgm llH+(S)gw
E j1 + E V .................... (38)
Now let us consider the cell,
Pt' H2(l atm) I =tx)' H2°' °tg-||KCl (Satd.)|Hg2Cl2-Hg...(IV)
EPt/H2 (m)= ES.C.E. - 2~ f -p RT lo9 aH+ + Ej .......... <39)
Assuming unit fugacity and unit activity coefficient, and by 
rearrangement,
2~30-3 RT PH = EPt/H2(m) - ES.C.E. - Ej ............. <40>
By subtracting Equation 40 from Equation 38 one obtains,
2.303RT (r»fr-pH) = 2.303RT pir(S) + e . _ e +— —  'P gm pn) p--- F gw T EF (x)gm ^ ( S j g w
Ej “ EPt/H2 (m) + ES.C.E............ (41)
The term Ej1 dropped out; rearrangement of Equation 41 gave,,m
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Wrn - PH - PHgw' + 2,303 RT < % H x ) g m  ' % M S ) g w  + *!f
“ EPt/H2 (m) + eS . C . e J .............. 4̂2)
Therefore it can be concluded that it is not necessary to 
know the value of the junction potential due to the mixed 
solvent.
It is obvious that the hydrogen electrode potential 
calculated from Equation 31 can be used for obtaining the pH 
of the mixed solvent system. In order to be able to do so, 
the corrected value of pressure of hydrogen must be known.
Ph2 = pbar. - <PD + pw> +  (43)
where Pbar. ;*-s the barometric pressure in mm. Hg, h is the 
average depth of the jet of hydrogen in mm. during titration. 
The vapor pressures of pure dioxane, Pq , at various tempera­
tures were read off from Jordan's (23) graph, a replot of 
which is shown in Figure 3.
The vapor pressures of pure water, P^, at different 
temperatures were obtained from Bates (2). Densities of 75 
per cent by volume dioxane-water mixture at various tempera­
tures were obtained by interpolation and extrapolation (cf. 
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dioxane was obtained from Lange Handbook of Chemistry. The 
partial pressures of dioxane-water mixture were calculated 
from Raoult's Law assuming it is obeyed by the system. The 
results are given in Table I.
TABLE I
VALUES OF VAPOR PRESSURES, PARTIAL PRESSURES, MOLE FRACTIONS 
OF DIOXANE AND WATER; AND VAPOR PRESSURES OF 
HYDROGEN AT VARIOUS TEMPERATURES 
(Pressures Are In mm Hg)
Temp.°C pOD n d PD pOpw % PW ph2
15 23.50 0.371 8.72 12.80 0.629 8.05 744.41
25 40.00 0.385 15.40 23.80 0.615 14.65 731.13
35 64.00 0.386 24.70 42.20 0.614 25.85 710.63
The values of AE given by Equation 29 were calculated 
with the help of the values of partial pressures of hydrogen 
obtained from Table I. These values of AE and the quantity 
in parenthesis in Equation 31 at various temperatures are 
given in Table II.
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TABLE II
VALUES OF CORRECTION IN THE OBSERVED e.m.f., AE, AND 
STANDARD POTENTIAL, (ES>C.E> + EV) FOR THE 
H2, SAT'D CALOMEL*CELL 
AT VARIOUS TEMPERATURES




*See reference No. (2).
The corrected values of E, the potential of hydrogen 
electrode, were then calculated from measured e.m.f., Em , of 
Cell I at various temperatures and ionic strengths, and AE, 
and (Eg^c>E< + EV) . Corrected pH's were then calculated 
from the corrected value E with the help of Equation 32. The 
nominal pHG 's and the corrected 's at 25°C and various
ionic strengths are tabulated in Tables III through VII, and 
are represented graphically in Figures 5 through 9. Results 
at other temperatures are represented only graphically in 
Figures 10 through 19.
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VALUES OF NOMINAL pHQ 1S AND THE CORRECTED p H ^  ' S 
AT 25°C AND VARIOUS IONIC STRENGTHS





































































11.75 13.25 12.00 12.62
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TABLE V, U = 0.066 TABLE VI, U = 0.096
p hg p hh p hg p hh2 2
1.82 1.69 1.80 1.72
1.95 1.81 2.00 1.92
2.25 2.09 2.30 2.17
2.50 2.36 2.53 2.42
2.75 2.64 2.74 2.64
3.20 3.12 3.08 3.03
4.15 4.10 3.44 3.38
5.83 5.89 3.80 3.79
7.50 7.58 5.28 5.24
8.45 8.45 6.67 6.90
9.08 9.10 8.25 8.35
9.68 9.92 8.93 8.91
10.60 10.88 9.45 9.50
11.05 11.55 10.55 10.76
11.48 12.30 * 11.00 11.60





































































Determination of Ionization Constant of HKe
The ionization constant of a weak acid is given by 
the relation,
pKa = PH - log - j g -   <44>
The log term in Equation 44 would vanish at the half 
neutralization point where [A- ] = [HA], A calculated amount 
of 0.05 M sodium hydroxide solution was added to HKe in a 
medium of predetermined ionic strength maintained by the 
addition of a 1.0 M sodium nitrate solution. The medium was 
a 75 per cent by volume dioxane-water mixture. The p Hq read­
ings at three different temperatures and various ionic 
strengths were determined (cf. Table VIII and Figure 20).
TABLE VIII
pH METER SCALE READINGS (pHq ) OF HALF 
NEUTRALIZED REAGENT AT 
VARIOUS TEMPERATURES
Ionic Strength U 15°C 25°C 35°C
0.0066 12.80 12.33 11.85
0.0132 12.72 12.22 11.92
0.0330 12.60 12.10 11.82
0.1191 12.22 11.73 11.33
0.1278 12.23 11.70 11.28
0.1624 12.13 11.66 11.19
0.1985 12.08 11.56 11.15
0.2956 11.93 11.45 11.03









It was possible to obtain from Figure 20 any value for 
pH<3 that corresponds to any desired ionic strength within the 
range shown in the figure. This value of pHq was then cor­
rected to pHf^ scale by referring to Figures 5 through 19. 
This last value of pHfj2 was equal to pKa. The results are 
summarized in Table IX.
Titration Curves
In the Introduction, methods of obtaining the step 
formation constants of chelation have been discussed. It 
is required to know the concentration of unbound ligand and 
the degree of formation n. The procedure used to obtain 
these quantities in the system was more or less the same as 
that used by Calvin and Wilson (10).
Two different solutions were titrated with standard 
0.05 M sodium hydroxide solution in a 75 per cent by volume 
dioxane-water mixture. One of these solutions contained 
calculated amounts of /3-Furfuraldoxime, nitric acid, and 
sodium nitrate in order to maintain the required ionic 
strength. The second solution contained everything that was 
present in the first solution and a calculated amount of the 
metal ion. The course of pH change during the titration was 
followed by means of the glass electrode. In the following 
section the details for Nickel (II) at 35°C and ionic
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TABLE IX
VALUES OF THE IONIZATION CONSTANTS OF /3-FURFURALDOXIME 
AT VARIOUS TEMPERATURES AND IONIC STRENGTHS
u PH q PhH2 = pKa Ka
A t  15°C
0.010 12.75 13.40 3.981 X 10’l40.027 12.63 13.25 5.624 x 10'il0.066 12.43 13.05 8.912 X 10"14
0.096 12.30 12.95 1.122 x 10“13
0.104 12.27 12.55 2.818 x 10“13
At 25°C
0.010 12.28 13.50 3.162 X 10“14
0.027 12.10 12.60 2.512 X 10“13
0.066 11.87 12.45 3.548 X 10“13
0.096 11.77 12.25 5.624 X 10“13
0.104 11.75 12.10 7.943 X
m1—i Io 1—1
At 35°C
0.010 11.95 12.50 3.162 X 1° ' ^0.027 11.83 12.30 5.012 X 10"13
0.066 11.59 12.20 6.310 X 10"13
0.096 11.42 11.90 1.259 X 10-12
0.104 11.37 11.80 1.585 X 10“ i2
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strength of 0.01 are presented. The method of calculation 
for other metals is identical unless otherwise mentioned.
Figure 21 represents the titrations in the case of 
Nickel (II) at 35°C and ionic strength of 0.01. The curve A 
represents the titration without metal and curve B represents 
that with metal (only few representative points are shown on 
the figure, to avoid overcrowding). The reactions taking 
place in the two systems may be represented by the following 
chemical equilibria:
HKe = H+ + Ki ...................... (45)
H+ + Ki + M = H+ + M K e ..................(46)
H+ + OH" = H20 ...................... (47)
The equilibria 45 and 47 are present in the system represent­
ed by curve A; and equilibria 45, 46, and 47 are present in 
the system represented by curve B. During chelation, the 
titration curve B for the solution containing metal will 
depart sharply from curve A to the right on the volume axis.
The distance, Av, between curves A and B on the volume axis
is proportional to the number of moles of sodium hydroxide 
required to neutralize the number of moles of hydrogen ion 
liberated by reaction 46, which is equivalent to the number 





In order to construct the formation curve (n vs. pKe 
plot), it is required to calculate the quantity n and the 
concentration of unbound ligand, The degree of forma­
tion, n, is obtained from the total amount of metal taken 
and AV, the distance between the curves A and B (cf. Figure 
21). The concentration of unbound ligand is computed 
from the total HKe taken, bound Ke (proportional to AV), 
hydrogen ion concentration, and the ionization constant of 
HKe. The details of computation are given in Table X, and 
the explanatory notes on this table.
TABLE X
COMPUTATION OF THE VALUES pKe AND DEGREE OF FORMATION, n, FOR 


























6.50 6.65 2.239xl0-7 2.5 0.10 0.50x10"2 2.495 30.95 8.07xl0~2 11.4xl0"8 6.943 0.059
6.60 6.78 1.659xl0-7 2.5 0.20 1.00x10"2 2.490 31.05 8.OlxlO-2 15.3xl0~8 6.815 0.119
6.70 6.88 1.318xl0-7 2.5 0.36 1.80xl0-2 2.482 31.20 7.96x10-2 19.1x10"8 6.719 0.214
6.80 6.98 1.047x10“7 2.5 0.55 2.75xl0-2 2.472 31.40 7.88x10-2 23.8xl0-8 6.623 0.328
6.85 7.05 8.912x10-8 2.5 0.75 3.75x10-2 2.462 31.70 7.78x10-2 2.76xl0-7 6.559 0.447
6.90 7.10 7.943x10-8 2.5 1.24 6.20x10-2 2.438 32.30 7.55x10-2 2.OlxlO"7 6.521 0.738
6.95 7.15 7.080x10-8 2.5 1.75 8.75x10-2 2.412 32.60 7.40x10-2 3.30x10-7 6.482 1.040
7.00 7.20 6.310xl0-8 2.5 1.95 9.75x10'2 2.402 32.85 7.31x10-2 3.66xl0-7 6.437 1.160
7.10 7.30 5.012x10-8 2.5 2.34 11.7x10-2 2.383 33.25 7.17x10-2 4.52xl0“7 6.345 1.395
7.20 7.40 3.981x10-8 2.5 2.68 13.4x10-2 2.366 33.55 6.06x10-2 5.61xl0-7 6.251 1.595
M4"*7 = 1.68 x 0.05 = 8.4 x 10 2 m. moles total Ni (II) taken,
Total HKe taken = 2.5 m. moles.
Total volume before titration = 30 ml. vO
50
Explanatory Notes on Table X
PHq = nominal pH = pH meter reading, which is obtained
from the titration curves (cf. Figure 21).
pHH = the value of pHq on the hydrogen scale, which 
2
is obtained from Figure 15.
Cjjf = -Antilog of pHjj2»
Total HKe = the total amount of HKe taken.
AV = the horizontal distance in milliliters of 0.05 M 
sodium hydroxide solution, between curves A and B at a 
particular pH.
Bound Ke = the number of millimoles of sodium hydroxide 
that corresponds to AV.
Unbound HKe = Total HKe - bound Ke 
Vj = Final volume after each increament of sodium 
hydroxide.
CfJKe = M°lar concentration of unbound HKe = Unbound
HKe/Vf.
cKe = Molar concentration of unbound ligand, Ke.
[HKe]Ck5 = [Ke] = Ks [H+ ]
Where Ka = Ionization constant of HKe, [H+] = CH+ and [HKe] 
= cHKe*
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Figure 22 is a plot of n vs. pKe for Nickel (II) at 
35°C and ionic strength of 0.01. In the Introduction it was 
pointed out that it is possible to directly read off the step 
formation constants and the over-all constant from this curve. 
The alternative method of calculating the step formation con­
stants from the mid-point slope of the formation curve was 
also shown. Nickel (II) being tetra coordinated and the 
ligand being bidentate, there may be only two formation con­
stants Ki and K2. In the following paragraph the actual 
computation of Kn for Nickel (II) by both methods is shown 
in detail.








pKe at n = 0.5 
6.555
3.59 x 106 
pKe at n = 1.5 
6.30
1.99 x 106 
2pKe at n = 1.0 
12.97







Mid-Point Slope Method (cf. Figure 22);
By definition the mid-point slope A is equal to the
- - Nnegative of the slope of n vs. pKe plot at n = ^  where N is
the total number of ligands attached to the central atom.
In this case,
spreading factor = x =
N = 2
n = 1.0
A = 4.63 





= pKe at n = 1.0
= 6.485
= 3.06 x 10'
and = 2 Kav * x (cf. Equation 10)
= 4.80 x 10*
K2 _ Kav.2x (cf. Equation 22)
= 1.95 x 10'
. K2= 9.32 x 1012therefore




CONCENTRATION FORMATION CONSTANTS FOR NICKEL (II)
AT 35°C AND U = 0.01
___________________*1_________ «2_________ KQV> Kl . K2
Graphical
Method 3.59xl06 1.99xl06 9.32xl012 7.17xl012
Mid-Point
Slope Method 4.80x10° 1.95x10° —  9.32x10^
The preceding was an illustrated example for the 
method of computation used in this investigation. Other cases 
of Nickel (II) as well as other metals studied at different 
temperatures and various ionic strengths, were treated 
basically the same way unless otherwise specified.
In the following pages are given the experimental 
results for the different metals in graphical as well as 
tabular forms. These graphs and tables are self explanatory.






















VALUES OF pKe, AND DEGREE OF FORMATION, n, FOR Ni(II) AT 15°C





















6.731 0.119 7.648 0.059 7.050 0.089 7.260 0.194 8.243 0.118
6.614 0.226 7.550 0.104 6.954 0.164 6.991 0.238. 7.998 0.179
6.498 0.345 7.455 0.164 6.868 0.402 6.745 0.358 7.399 0.238
6.402 0.478 7.360 0.253 6.781 0.638 6.648 0.476 7 .120 0.328
6.311 0.655 7.276 0.506 6.697 0.873 6.553 0.655 6.672 0.625
6.220 0.935 7.187 0.700 6.575 1.050 6.460 0.893 6.580 0.774
6.130 1.190 7.097 0.908 6.479 1.258 6.366 1.130 6.492 1.012
6.039 1.404 6.961 1.145 6.277 1.430 6.275 1.430 6.416 1.250
5.947 1.580 6.920 1.295 6.085 1.550 6.179 1.610 6.334 1.430
5.854 1.700 6.682 1.490 5.742 1.670 6.084 1.790 6.253 1.550
6.497 1.580 5.990 2.020 6.158 1.670
6.290 1.640 6.076 1.840
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VALUES OF pKe AND DEGREE OF FORMATION, n, FOR Ni(II) AT 25°C
AND VARIOUS IONIC STRENGTHS
U = 0.01 U = 0.027 U = 0.066 U = 0.096 U = 0.104
pKe n pKe n pKe n pKe n pKe n
8.195 0.119 10.314 0.030 9.814 0.030 7.574 0.286 7.840 0.098
8.149 0.179 9.799 0.075 9.248 0.075 7.297 0.373 7.296 0.149
8.064 0.298 9.301 0.119 8.851 0.119 7.048 0.447 6.800 0.253
7.963 0.525 8.803 0.149 8.263 0.134 6.810 0.536 6.297 0.357
7.870 0.725 8.275 0.179 7.854 0.179 6.564 0.595 6.014 0.495
7.777 0.875 7.760 0.259 7.268 0.238 6.266 0.715 5.896 0.745
7.684 1.050 7.413 0.333 6.839 0.417 6.033 0.940 5.789. 0.947
7.590 1.250 7.281 0.615 6.734 0.506 5.937 1.120 5.701 1.190
7.498 1.430 7.158 0.923 6.594 0.835 5.870 1.240 5.611 1.360
7.403 1.610 7.066 1.250 6.550 0.982 5.776 1.430 5.474 1.610
7.309 1.790 6.985 1.575 6.471 1.220 5.682 1.610 5.335 1.830
7.213 1.890 6.858 1.965 6.382 1.520 5.538 1.875 5.327 2.070




































FIGURE 45 FIGURE 46
TABLE. XIV
VALUES OF pKe AND DEGREE OF FORMATION, n, FOR Ni(II) AT 35°C
AND VARIOUS IONIC STRENGTHS
u = 0.01* U = 0.027 U = 0.066 U = 0.096 .U = 0.104
pKe n pKe n pKe n pKe n pKe n
6.943 0.059 6.668 0.072 7.599 0.030 6.097 0.248 7.094 0.104
6.815 0.119 6.565 0.188 7.454 0.069 5.950 0.316 6.846 0.149
6.719 0.214 6.475 0.363 7.355 0.098 5.803 0.447 6.701 0.238
6.623 0.328 6.385 0.512 7.277 0.134 5.708 0.595 6.659 0.357
6.559 0.447 6.287 0.745 7.181 0.185 5.660 0.715 6.565 0.506
6.521 0.738 6.203 0.984 71.01 0.357 5.614 0.862 6.521 0.625
6.482 1.040 6.136 1.070 7.034 0.595 5.567 0.982 6.433 0.804
6.437 1.160 5.996 1.250 6.943 0.770 5.476 1.188 6.393 0.982
6.345 1.395 5.686 1.430 6.876 0.992 5.430 1.370 6.257 1.250
6.251 1.595 5.373 1.535 6.788 1.180 5.384 1.490 6.166 1.430
5.166 1.592 6.532 1.430 5.286 1.655 6.080 1.725












































VALUES OF pKe AND DEGREE OF FORMATION, n, FOR Cu(II) AT 15°C
AND VARIOUS IONIC STRENGTHS
U = 0.010 U = 0.027 * U = 0.066 U = 0.096 U = 0.104
pKe n pKe n pKe n pKe n pKe n
10.541 0.167 10.646 0.089 9.810 0.158 9.487 0.089 9.439 0.045
10.344 0.268 10.254 0.223 9.636 0.253 9.388 0.119 9.352 0.104
10.150 0.429 10.082 0.363 9.467 0.429 9.291 0.208 9.255 0.158
9.955 0.685 9.991 0.491 9.380 0.595 9.193 0.298 9.159 0.226
9.842 0.953 9.907 0.753 9.304 1.010 9.097 0.417 9.056 0.345








































VALUES OF pKe AND DEGREE OF FORMATION, n, FOR Cu(ll) AT 25°C
AND VARIOUS IONIC STRENGTHS




















10.496 0.167 10.222 0.155 9.445 0.232 8.788 0.089 8.839 0.089
10.405 0.327 10.010 0.268 9.268 0.396 8.690 0.208 8.742 0.134
10.330 0.524 9.821 0.470 9.177 0.535 8.595 0.286 8.646 0.179
10.240 0.744 9.733 0.673 9.089 0.774 8.498 0.416 8.547 0.238
10.148 0.983 9.616 1.085 , 8.960 1.160 8.407 0.595 8.454 0.327
10.059 1.260 8.310 0.857 8.360 0.458
8.218 1.130 8.271 0.864













































VALUES OF pKe AND DEGREE OF FORMATION, n, FOR Cu(II) AT 35°C





















9.845 0.179 9.430 0.125 9.487 0.161 8.445 0.149 9.090 0.089
9.752 0.298 9.315 0.223 9.412 0.253 . 8.327 0.238 8.996 0.134
9.648 0.476 9.224 0.342 9.321 0.381 8.222 0.428 8.896 0.208
9.539 0.738 9.132 0.542 9.235 0.595 8.130 0.655 8.801 0.298
9.430 1.030 9.060 1.010 9.120 1.030 8.062 0.762 8.712 0.485
8.016 0.953 8.674 0.685




































VALUES OF pKe AND DEGREE OF FORMATION, n, FOR Cr(III) 
AT 15°C AND VARIOUS IONIC STRENGTHS
















11.506 0.179 11.295 0.164 10.745 0.179 10.536 0.119
11.190 0.238 10.662 0.387 10.306 0.306 10.056 0.253
10.876 0.375 10.372 0.500 9.827 0.515 9.860 0.307
10.358 0.614 10.199 0.620 9.577 0.760 9.567 0.425
10.058 0.846 10.102 0.673 9.405 1.042 9.383 0.512
9.851 1.160 10.009 0.775 9.315 1.220 9.183 0.665
9.750 1.400 9.914 0.894 9.246 1.430 9.089 0.798
9.654 1.790 9.836 1.250 9.237 1.610 9.010 1.160


























FIGURE 91 FIGURE 92
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TABLE XIX
VALUES OP pKe AND DEGREE OF FORMATION, n, FOR Cr(III) 
AT 25°C AND VARIOUS IONIC STRENGTHS
U = 0.01 U = 0.027
pKe n pKe n
11.367 0.208 10.833 0.268
11.084 0.387 10.535 0.417
10.815 0.625 10.344 0.524
10.623 0.864 10.049 0.745
10.360 1.280 9.851 0.977
10.266 1.430 9.762 1.204
10.171 1.610 9.682 1.530
9.996 1.930 9.600 1.820
9.724 2.440 9.420 2.210
9.278 2.360
U = 0.066 U = 0.104
pKe n pKe n
10.318 0.193 9.921 0.208
9.836 0.387 9.407 0.432
9.556 0.550 9.097 0.596
9.197 0.938 8.804 0.894
9.023 1.400 8.506 1.340
8.851 1.820 8.328 1.760






























FIGURE 99 FIGURE 100
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TABLE XX
VALUES OF pKe AND DEGREE OF FORMATION, n, FOR Cr(III) 
AT 35°C AND VARIOUS IONIC STRENGTHS
U * 0.01 U = 0.027 U = 0.066 U = 0.104
pKe n pKe n pKe n pKe n
10.607 0.310 10.168 0.327 10.276 0.283 9.827 0.357
10.381 0.595 9.852 0.545 10.024 0.485 9.487 0.625
10.086 1.012 9.695 0.768 9.879 0.720 9.243 1.054
9.893 1.420 9.474 1.072 9.633 1.330 9.063 1.430
9.775 1.610 9.382 1.370 9.565 1.530 8.983 1.620
9.372 2.150 9.199 1.730 9.402 1.840 8.893 1.760
9.060 2.370 8.900 2.080 9.234 2.070 8.735 2.170
8.638 2.560 8.606 2.340 8.983 2.380 8.470 2.500


































VALUES OF pKe AND DEGREE OF FORMATION, n, FOR Fe(II) AT 15°C
AND VARIOUS IONIC STRENGTHS




















11.606 1.490 11.276 1.010 10.845 0.982 10.791 1.130 10.580 0.923
11.338 1.610 10.712 1.230 9.886 1.280 10.499 1.410 9.613 1.280
11.146 1.700 10.219 1.350 9.423 1.380 10.326 1.540 8.654 1.595
10.403 1.830 9.747 1.470 8.972 1.520, 10.029 1.690 8.190 1.880
9.361 1.995 9.258 1.640 8.495 1.780' 8.842 2.010 7.896 2.080
8.714 2.110 8.775 1.920 8.017 2.160 7.827 2.240 7.562 2.350


































VALUES OF pKe AND DEGREE OF FORMATION, n, FOR Fe(II) AT 25°C
AND VARIOUS IONIC STRENGTHS




















12.309 0.745 11.333 0.775 10.597 0.700 10.307 1.010 10.113 0.803
11.609 1.050 10.380 1.150 9.873 1.080 9.638 1.380 9.452 1.100
11.115 1.190 9.870 1.290 9.397 1.250 9.130 1.570 8.925 1.290
10.642 1.310 9.379 1.460 8.928 1.460 8.116 1.800 8.418 1.530
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VALUES OF pKe AND DEGREE OF FORMATION, n, FOR Fe(II) AT 35°C
AND VARIOUS IONIC STRENGTHS




















11.292 0.894 10.910 0.417 10.614 0.505 10.200 0.774 9.991 0.833
10.731 1.150 10.189 0.697 10.303 0.739 9.810 1.030 9.435 1.160
10.208 1.310 9.684 0.923 9.900 0.970 9.320 1.230 8.979 1.380
9.765 1.430 9.176 1.250 9.449 1.235 8.775 1.430 8.724 1.600





























































VALUES OF pKe AND DEGREE OF FORMATION, n, FOR Pb(II) AT 
DIFFERENT TEMPERATURES AND VARIOUS IONIC STRENGTHS

























9.788 0.119 9.947 0.089 9.299 0.155 9.190 0.119 8.432 0.089 9.188 0.075
9.490 0.179 9.550 0.179 9.090 0.214 8.886 0.208 8.224 0.179 8.900 0.119
9.292 0.268 9.053 0.307 8.893 0.315 8.550 0.298 8.018 0.298 8.625 0.167
9.095 0.357 8.760 0.416 8.599 0.458 8.158 0.417 7.703 0.458 8.253 0.298
8.799 0.494 8.487 0.536 8.305 0.655 7.866 0.545 7.478 0.625 8.000 0.402
8.503 0.655 8.107 0.723 8.108 0.804 7.553 0.690 7.272 0.774 7.815 0.520
8.210 0.857 7.932 0.843 7.903 0.965 7.252 0.851 7.067 0.953 7.652 0.625





























































VALUES OF pKe AND DEGREE OF FORMATION, n, FOR Co(II) AT DIFFERENT 
TEMPERATURES AND VARIOUS IONIC STRENGTHS
Temperature = 15°C Temperature = 25°C




















10.298 0.119 7.757 0.089 8.762 0.089 8.490 0.149 8.857 0.060
9.821 0.164 7.561 0.179 8.365 0.149 8.292 0.208 8.443 0.149
8.907 0.208 7.353 0.238 8.198 0.208 8.195 0.328 8.146 0.208
8.416 0.312 7.145 0.327 7.706 0.327 7.900 0.447 7.851 0.298
8.121 0.431 6.950 0.476 7.432 0.440 7.682 0.565 7.536 0.396
7.930 0.580 6.757 0.715 7.161 0.625 7.388 0.774 7 .330 0.490
7.897 0.818 6.660 0.863 6.971 0.790 7.164 0.982 7.128 0.610
6.567 1.101 6.891 0.982 6.971 1.160 6.925 0.760
6.775 1.400 6.735 0.953
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VALUES OF pKe AND DEGREE OF FORMATION, n, FOR Zn(II) AT DIFFERENT 
TEMPERATURES AND VARIOUS IONIC STRENGTHS

























8.788 0.060 8.092 0.089 7 .041 0.149 8.340 0.089 6.413 0.089 7.693 0.089
8.289 0.131 7.595 0.149 6.943 0.208 7.824 0.179 6.315 0.190 7.550 0.122
7.793 0.238 7.124 0.289 6.845 0.238 7.330 0.283 6.208 0.316 7.268 0.193
7.475 0.310 6.861 0.435 6.747 0.298 6.810 0.446 6 .105 0.560 7.102 0.253
7.268 0.417 6.767 0.527 6.650 0.387 6.616 0.536 6.073 1.190 6.926 0.315
6.757 0.762 6.674 0.673 6.550 0.447 6.421 0.655 6.762 0.446
6.662 0.922 6.607 1.265 6.357 0.625 6.231 0.834 6.674 0.667
6.565 1.090 6.146 0.922 6.149 1.325
6.478 1.465 6.040 1.130 5.947 2.070
6.437 1.815 5.951 1.490 5.855 2.220






























In the present investigation the thermodynamic forma­
tion constants at different temperatures were obtained by 
method of extrapolation to zero ionic strength. Chelational 
standard free energies were obtained from thermodynamic 
formation constants using the relation:
AF° = -2.303 RT log K
The standard enthalpy of chelation was obtained from the free
energy change at different temperatures using the relation:
T T K
AH° = 2.303 R [(--— ) log ~  ]2”t1 k1
Where T2 > T^ and K2 corresponds to T2 and corresponds to 
T]_. When log K is plotted against the entire quantity 
within brackets in the above equation is given by the slope 
of the plot. Therefore it is possible to write:
AH° = 2.303 R X (slope of log K vs. ^ plot).
However, it should be realized that whenever K2 is numerically
smaller than Kq_, the value of AH° is negative.
The standard entropy of chelation was obtained by the
use of the relation: AS° = — ----T
In the following pages, are given the experimental 
results and the extrapolation.
TABLE XXVII
VALUES OF CONCENTRATION STABILITY CONSTANTS OF METAL /3-FURFURALDOXIMATES AT 
DIFFERENT TEMPERATURES AND VARIOUS IONIC STRENGTHS
u log Kn Cr(III) Fe(II) Co(II) Ni(II) Cu(II) Zn(II) Pb(:
0.01 log Kx 10.54 12.75
At 15°C
6.39 10.09 — —
log K2 9.73 11.58 — 5.99 9.57 — —
log K3 9.43 10.41 — — — — —
log Kc 29.19 34.74 — 12.38 19.66 — —
0.027 log Kx 10.37 12.19 — 7.26 10.00 — —
log K2 9.82 9.69 — 6.67 9.67 — —
log K3 9.26 7.20 — — — — —
log Kc 29.45 29.07 — 14.10 19.68 — —
0.066 log Ki 9.86 10.90 8.00 6.83 9.42 — —
log K2 9.23 9.02 — 6.19 9.19 — —
log K3 8.60 7.12 — — — — —
log Kc 27.69 27.06 — 13.24 18.62 — —
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TABLE XXVII (CONTINUED)
u !°g Kh Cr(III) Fe(II) Co (II) Ni (II) Cu (II) Zn(II) Pb(II)
0.096 log K1 — 11.10 6.94 6.63 9.03 7.08 8.78
log k2 — 10.40 — 6.23 8.59 6.46 7.51
log k3 — 9.70 — — — — —
log Kc — 31.20 — 12.82 17.66 13.20 16.06
0.104 log 9.41 10.91 7.33 6.76 8.99 6.79 7.53
log k2 8.98 8.89 — 6.30 — 6.38 7.88
log k3 8.55 6.88 — — — — —
log Kc 26.94 26.67 — 13.00 — 13.58 15.41
0.01 log K1 10.96 12.06
At 25°C
7.97 10.34 — —
log k2 10.23 10.10 — 7.45 9.94 — —
log K3 9.51 8.14 — — — — —
log Kc 30.69 30.30 — 15.42 20.28 — —
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TABLE XXVII (CONTINUED)
U log Cr(III) Fe(II) Co(II) Ni(II) Cu(II) Zn(II) Pb(II)
0.027 log *1 10.37 11.25 — 7.24 9.81 —— —
log k2 9.70 9.30 — 7.01 9.48 — —
log K3 9.02 7.36 — — — — —
log Kc 29.09 27.90 — 14.28 19.28 — —
0.066 log Kl 9.65 9.89 — 6.75 9.20 — —
log k2 8.96 8.87 — 6.41 8.81 — —
log k3 8.26 7.85 —  . — — — —
log Kc 26.87 26.61 — 13.14 18.02 — —
0.096 log K1 — 11.37 7.79 6.87 8.47 6.46 8.55
log k2 — 9.34 7.00 5.76 8.14 5.96 7.33
log K3 — 7.31 5.60 — — —
log Kc — 28.02 20.09 12.00 16.50 12.20 15.70
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TABLE XXVII (CONTINUED)
u iog Kn Cr(III) Fe(II) Co(II) Ni(II) Cu(II) Zn(II) Pb(II)
0.104 log 9.26 9.64 7.32 6.02 8.35 6.71 7.97
log K2 8.43 8.48 — 5.54 — 6.02 7.96
log K3 7.61 7.32 — — — — —
log Kc 25.30 25.44 — 11.56 — 12.28 13.93
0.01 log 10.46 12.83
At 35°C
6.56 9.64
log K2 9.84 9.51 — 6.30 9.24 — —
log 8.80 6.19 — — — — —
log Kc 29.51 28.53 — 12.98 18.88 — —
0.027 log 9.94 8.91 — 6.40 9.15 — —
log K2 9.31 8.88 — 5.52 8.97 — —
log K3 8.35 8.84 — — — — —
log Kc 27.93 26.63 — 12.38 18.12 — — 134
TABLE XXVII (CONTINUED)
u log Kn Cr(III) Fe(II) Co(II) Ni(II) Cu(II) Zn(II) Pb(II)
0.066 log K1 10.04 6.67 — 7.05 9.27 — —
log k2 9.58 9.22 — 6.40 8.98 — —
log k3 8.86 11.76 — — — — —
log Kc 28.73 27.65 — 13.76 18.26 — —
0.096 log *1 — 10.82 7.11 5.77 8.18 6.13 7.65
log k2 — 8.57 6.49 5.37 7.83 6.02 6.59
log K3 — 6.32 5.87 — — — —
log Kc — 25.71 19.47 11.12 16.02 12.16 14.04
0.104 log K1 9.65 9.03 7.62 6.57 8.71 6.74 6.59
log k2 9.04 8.83 — 6.14 — — --
log K3 8.47 8.62 — — — — —




THERMODYNAMIC VALUES OF METAL /3-FURFURALDOXIMATES 
AT DIFFERENT TEMPERATURES
Cr(III) Fe(II) Ni(II) Cu(II)
At 15°C
1 vu=0 log 10.78 13.26 7 .70 10.39
i t,U=0log K2 10.14 12.52 7 .00 10.18
log 9.62 11.60 — —
Calc.log KU=0 30.54 37.38 14.70 20.57
Exp. log KU_ ̂ 30.50 37.40 14.70 20.66
A f°(K.cal./m.) -14.21 -17 .48 -10.15 -13.69
A f§ -13.36 -16.50 - 9.23 -13.42
a f § -12.68 -15.29 — —
Calc. AF° -40.25 -49.27 -19.38 -27.11
Exp. AF° -40.20 -49.29 -19.38 -27.23
As°(e.u.) 30.76 -18.75 -35.45 13.30
As§ 32.26 -122.22 - 6.08 - 1.94
AS° 23.85 -343.78 — —
Calc. As° 86.87 -484.75 -41.53 —
Exp. As° 90.49 -358.47 -40.76 2.71
*Cf. Figures 173 through 204.
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TABLE XXVIII (CONTINUED)
Cr(III) Fe(II) Ni(II) Cu(II)
At 25°C
log kU=° 10.64 12.64 7.60 10.28
log K^=0 10.04 10.80 7 .52 9.88
log K^=0 9.42 8.52 — —
Calc, log Ku=0 30.10 31.96 15.12 20.16
Exp. log Ku=0 30.20 32.05 15.08 20.54
AF°(K. cal./m.) -14.51 -17.24 -10.36 -14.02
AF§ -13.69 -14.73 -10.26 -13.47
AP° -12.85 -11.62 — —
Calc. AF° -41.05 -43.59 -20.62 -27.49
Exp. AF° -41.19 -43.72 -20.57 -28.01
AS°(e.u.) 30.74 -18.93 -33.56 13.96
As° 32.28 -124.06 - 2.42 - 1.71
AS° 23.62 -344.56 — —
Calc. As° 86.64 -487.55 -35.98 —
Exp. As° 90.77 -365.13 -35.40 5.24
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TABLE XXVIII (CONTINUED)
Cr(III) Fe(II) Ni(II) Cu(II)
At 35°C
oIIVtr>oI—1 10.50 — 6.66 9.90
log K^=0 9.94 9.94 6.40 9.45
log K^=0 9.32 — — —
Calc, log Ku=0 29.76 — 13.06 19.35
Exp. log KU=5° 29.80 29.50 13.14 19.34
Af°(K.cal./m.) -14.80 — - 9.38 -13.95
AF2 -14.01 -14.01 - 9.02 -13.32
a f ° -13.14 — — —
Calc. Af° -41.95 — -18.40 -27.27
Exp. Af° -41.99 -41.57s -18.51 -27.26
AS°(e.u.) 30.68 — -35.65 13.28
AS? 32.27 -122.37 - 6.36 - 2.14
ASf 23.80 — — —
Calc. AS° 86.75 — -42.01 —
Exp. AS° 90.42 -360.25 -40.94 2.63
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TABLE XXIX*
VALUES OF STANDARD ENTHALPY CHANGE FOR 
METAL 0-FURFURALDOXIMATES
Cr(III) Fe(II) Ni(II) Cu(II)
AH°(K.cal./m.) - 5.35 -22.88 -20.36 - 9.86
AH° - 4.07 -51.70 -10.98 -13.98
AH° - 5.81 -114.30 — —
Calc. AH° -15.23 -188.88 -31.34 -23.84
Exp. AH° -14.14 -152.53 -31.12 -26.45
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FIGURE 203 FIGURE 204
DISCUSSION
It was pointed out in the Introduction that the
present studies constitute a part of our general and broad 
program of systematic investigation of chelation by certain 
related ligands. The most important piece of information 
about the process of chelation is the determination of the 
equilibrium constant of the reaction between the metal ion 
and the ligand. The metal ions studied are Cr(III), Fe(II), 
Co(II), Ni(II), Cu(II), Zn(II), and Pb(II). Several other 
metals were tried without success. Because of precipitation 
and other complications, the process of their chelation 
could not be followed. It has been assumed that the ligand 
anion has the following structure:
In the case of Fe(II), Co(II), and Cr(III), values of three 
successive stability constants could be evaluated. This 
leads to the assumption that these chelates have the follow­
ing structures:
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where Mx = Fe(II)/ Co(II), or Cr(III).
and M "  = Ni (II) , Cu(II), Zn(II)( or Pb(II).
Bryson and Dwyer (9) prepared some of these compounds and on 
the basis of analysis suggested the above structural formula.
Because of the insolubility of these chelates the 
studies were conducted in 75 per cent by volume dioxane. The 
thermodynamic stability constants, determined and given in 
the experimental section refer to the standard state of zero 
ionic strength in 7 5 per cent by volume of dioxane. There­
fore the standard free energy change for chelation calculated 
from these equilibrium constants will differ from the stand­
ard free energy change for chelation with respect to an 
infinitely dilute aqueous solution by a quantity which is the 
partial molar free energy of transfer of the chelate from 
infinitely dilute aqueous solution to the binary solvent. It 
is possible to calculate this quantity if the activity coef­
ficient of the solute species at infinite dilution in mixed 
solvent referred to the infinitely dilute aqueous standard 
state is known (21).
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Almost all metals were studied at five different ionic 
strengths and three various temperatures, except for Co(II), 
Zn(II), and Pb(II) where there was precipitation at some 
ionic strengths. For any metal the following sequences were 
observed:
(i) Kn > Kn+l
(ii) decreases with increasing ionic strength.
(iii) decreases with increasing temperature.
these are also the sequences which are expected. There are 
a few experimental results which deviated from these sequences. 
These might be due to some experimental error.
Plots of log KjK2 v s . atomic number, and log Kn vs. 
atomic number (Cf. Figure 205) did not follow Mellor and 
Maley (38) sequence. According to Mellor and Maley sequence, 
log fin (Pn = KlK2K3***Kn) should increase progressively from 
Fe(II) to Cu(II) and then decrease from Cu(II) to Zn(II).
In the present studies in all cases log /3n decreases from 
Fe(II) to Ni(II) and then follows Mellor and Maley sequence. 
Figure 205 shows only a few representative curves. This 
should be pointed out that Mellor and Maley sequence is also 
theoretically expected. Therefore we shall endeavor to 
speculate about the possible causes for such deviation.
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atmosphere of nitrogen, yet traces of dissolved oxygen in 
the solvent might have been left in the solvent. As the pH 
increases with titration, traces of dissolved oxygen may 
lead to rapid oxidation of Fe(II) to Fe(III), and Co(II) to 
Co(III). If this happens the stability constants will in­
crease by several powers of ten, except in the case where 
ligand is of the o-phenanthroline type and the central atom 
is iron. Table XXX gives some selected values from published 
literature (7). This difference in the stability is also 
expected either by valence-bond or ligand-field interpreta­
tion of the transition metal compounds. Verification of this 
explanation for the deviation from the Mellor and Maley 
sequence would require preparation of pure cobaltous, co- 
baltic, ferrous, and ferric compounds and measurement of 
magnetic moments and absorption spectra. Such measurements 
were not made in these studies.
One other rather unusual but interesting finding from 
the present investigation is the large negative standard 
entropy change of chelation in the case of iron. This, of 
course, is a consequence of the very large negative standard 
enthalpy change. Several factors may be responsible for this 
negative standard entropy change. Because of the preponder­
ance of dioxane and the low dielectric constant of the
TABLE XXX
VALUES OF STABILITY CONSTANTS OF SOME METAL CHELATE COMPOUNDS



























Reagent Ion log log K2 log K3 log £2 log j83
Co2+ 5.89 4.83 3.30 10.72 13.82










reaction medium, the "ice-berg" concept (16) of entropy 
change in aqueous medium may no longer hold. It may be 
assumed that the charged ions were so well surrounded by the 
dioxane molecules that there is no freezing of the water 
molecules. Consequently chelation is not accompanied by any 
"melting" process. Therefore, there is no increase in the 
randomness among the water molecules and there is therefore 
no increase in entropy. On the other hand, chelation is 
accompanied by a net loss of particles in the system. The 
statistical effect of this will again be to decrease the 
entropy.
There is yet another factor which might just as well 
be the decisive factor in leading to a negative entropy.
The magnitude of the stability constants of j3-Furfuraldoxi- 
mates indicates that this ligand possibly occupies a position 
higher than ethylenediamine or o-phenanthroline in Tsuchida's 
spectro-chemical series (24, 53, 54). This means that /3- 
Furfuraldoxime exerts a strong ligand field on the degenerate 
atomic d orbitals. Some preliminary spectral studies indi­
cated that all /3-Furfuraldoximates absorbed between 240 mJU. 
and 284 mJUU This indicates a strong field and a large value 
of Dq (ligand-field splitting). Therefore, there will be a 
considerable decrease in the number of unpaired spins along
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with a large increase in the orbital and exchange energies . 
in the d electron configuration of the octahedral complexes 
of Fe^+, Fe^+ , Co^+ , and Co^+ ions. This is shown in Table 
XXXI.
It is seen from Table XXXI that in the competition 
between ligand field stabilization energy and Hund's stabiliz­
ation energy, the former is the decisive factor in determining 
the configuration in the presence of a strong ligand field.
It is conceivable that extensive spin pairing and violation 
of Hund's multiplicity rule may cause considerable decrease 
in the entropy for the strong field complexes. Table XXXI 
also offers some explanation for deviation of the values of 
log K for cobalt and iron from the Mellor and Maley sequence. 
In the first instance, the magnitude of the ligand field 
stabilization energy is less for compounds having a tetra­
hedral configuration than that for the octahedral configura­
tion. Secondly, in the case of cobalt, the ligand field 
stabilization energy is doubled in going from the cobaltous 
to the cobaltic state. However, as has been pointed out 
earlier, the final solution of this anomaly will depend on 
the measurement of magnetic moments and spectral absorption 
of these compounds under Vigorous conditions.
TABLE XXXI
ORBITAL AND EXCHANGE ENERGIES OF d ELECTRON CONFIGURATION IN OCTAHEDRAL COMPLEXES
Ion Number of d Electrons
Weak LF 
Arrangement n N U
Strong LF 





i r 5 10 5.92
fc2g sg
j r j r  r - 1 4 1.73 20
Fe2+ ,Co3+ 6 j r  rr i r 4 10 4.90 ■irjNr - 0 6 0 20
Co2+ 7 j N r r i r 3 11 3.87 j N N r  r 1 9 1.73 10
Where, LF Ligand-field.
n = Number of unpaired spins.
N = Number of distinct pairs of electrons with parallel spins.
U = Predicted spin-only moment in Bohr magnetons.
Dq = Gain in orbital energy in strong field.
t2g = Group that comprises the three d^, dxz, and dyZ orbitals resulting from
splitting of the five d orbitals in a regular octahedral environment.
eg = Group that comprises the <lx2-y2 <^2 orbitals resulting from splitting
of the five d orbitals in a regular octahedral environment. 157
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